Introduction
Sedimentary pyrite formation has been extensively studied because of its abundance in many anoxic environments such as marine and river sediments, groundwater aquifers, and peat lands, and hence its importance in both iron and sulfur cycling. It forms over a wide pH interval, ranging from acidic to alkaline conditions (Luther, 1991; Price and Shieh, 1979; Wilkin and Barnes, 1996) . It is generally regarded that sulfide reacting with iron-containing minerals forms metastable iron sulfide minerals before eventually transforming into pyrite in the presence of different sulfur sources (Benning et al., 2000; Berner, 1970; Hellige et al., 2012; Luther, 1991; Rickard, 1997; Rickard and Luther, 1997; Schoonen and Barnes, 1991; Schoonen, 2004) . Several studies investigated the transformation from iron sulfide to pyrite, starting with different sulfur species under different conditions. It has been documented that the transformation occurs in solutions containing thiosulfate and zero-valent sulfur such as elemental sulfur and polysulfides (Luther, 1991; Price and Shieh, 1979; Schoonen and Barnes, 1991; Wilkin and Barnes, 1996) . In addition, hydrogen sulfide/bisulfide was suggested to sulfidate FeS to form pyrite (Rickard, 1997; Rickard and Luther, 1997; Schoonen, 2004) .
A wide spectrum of sulfur species is involved in the transformation of metastable iron sulfide to pyrite, whereby the kinetics and pathways of the transformation appear to be different with different sulfur species. In a homogenous polysulfide solution at neutral pH and ambient temperature, pyrite formation occurred only after 4 months of aging of FeS that precipitated from ferrous iron and aqueous sulfide solution (Luther, 1991) . In contrast, solid phase transformation of freeze-dried mackinawite to pyrite under a H 2 S atmosphere appeared to occur within 1 day (Rickard, 1997) . The rapid formation was later explained in terms of activation of pyrite formation by the occurrence of oxidized sulfur species associated with the dried mackinawite (Benning et al., 2000) . Rapid pyrite formation was observed during the interaction between ferric iron and aqueous sulfide/polysulfides, within 2 days under acidic conditions (Berner, 1964; Luther, 1991; Price and Shieh, 1979) and within 14 days at neutral pH (Hellige et al., 2012) . In a Transmission Electron Microscopy (TEM) study, Hellige et al. (2012) observed the coating of lepidocrocite crystals by a rim of an amorphous phase rich in Fe and S of localized nanomackinawite structure after two hours of reaction and complete consumption of aqueous sulfide.
The amorphous phase dissolved after several days followed by the precipitation of pyrite nano phases dislocated from the lepidocrocite surface. In an X-ray photoelectron spectroscopy study performed under comparable experimental conditions, Wan et al. (2014) were able to demonstrate that a large amount of polysulfide species were associated with the ferric (hydr)oxide surface, while aqueous polysulfide species made up only a minor fraction. Of particular importance was disulfide, which -not yet bound as pyrite -seemed to be the main surface polysulfide species. It was suggested that surface polysulfide species, especially surface disulfide, could bind to Fe(II) to form a non-crystalline FeS 2 precursor that triggers the formation of pyrite.
Such experimental observations are matched by field data. In natural sediments with abundant hydrogen sulfide and/or elemental sulfur, metastable iron sulfides dominate with only a minor fraction of pyrite (Burton et al., 2006; Kraal et al., 2013) . In contrast, in the fairly oxidized marine sediment of the Santa Catalina Basin, where sulfide concentrations are usually undetectable, pyrite instead of iron monosulfides turns out to be the major mineral in the surface sediments (Kaplan et al., 1963) . Rapid pyrite formation (on a time scale of days) has been observed in salt marshes driven by tidal cycling of sulfide (Howarth, 1979; Otero & Macias, 2002) .
Previous studies demonstrated that rapid pyrite formation may be linked to excess Fe(II), a fraction of solid-phase Fe(II) formed aside from FeS during sulfidation of ferric hydroxides (Hellige et al., 2012) . Formation of excess Fe(II) is proposed to be competitive with respect to FeS precipitation and becomes a significant fraction only in experiments with a high initial ratio of solid Fe(III) to aqueous S(-II) (Fe(III):S(-II) aq ratio, Peiffer et al., 2015) . Therefore, in natural systems, a rapid rate of pyrite formation may be observed only under conditions where Fe(III) is in excess to aqueous sulphide. Furthermore, it appears that the rate of pyrite formation upon sulfidation of ferric hydroxides depends on the mineral type (Peiffer et al., 2015) . It was proposed that the extent of pyrite formation is ruled by two factors: 1) the ratio between concentrations of added sulfide and available mineral-specific surface area, and 2) the capability of the iron(hydr)oxide to transfer electrons that trigger the formation of pyrite precursor compounds (Peiffer et al., 2015) .
In this study we aim to resolve the fate of ferrous iron generated during ferric iron-sulfide interaction and its role on the formation of secondary iron (sulfide) minerals, especially pyrite formation in the presence of different sulfur species such as sulfide and surface and/or aqueous polysulfides. To these ends, ferric hydroxides were reacted with aqueous sulfide at neutral pH in an anoxic glove box at different Fe to S ratios in order to vary the reaction conditions. 57 Fe- and applying a non-delay measurement.
Materials and methods
The experiments were performed in a glove box system (Glovebox system, Innovative 
Ferric hydroxides
Synthetic ferric hydroxides were prepared after Schwertmann and Cornell (2008) as previously described in detail by Wan et al. (2014) . In brief, to synthesize goethite, 100 mL of a Fe(NO 3 ) 3 solution (c = 1 mol L -1 ) and 180 mL of a KOH solution (c = 5 mol L -1 ) were mixed rapidly in a 2 L polyethylene flask. The suspension was diluted to 2 L with distilled water and kept at 70 ℃ for 60 h. To synthesize lepidocrocite, 200 mL of a FeCl 2 solution (c = 0.06 mol L -1 , pH 6.8) was oxidized by air pumped through the solution at a flow rate of 100 mL min -1 . The pH was maintained at 6.8 by addition of a NaOH solution (c = 0.5 mol L -1 ) with a pH-stat device (Titrino, Metrohm 
Experimental set-up
The experiments were performed in a 4-port reactor and followed the set-up described in previous studies (Hellige et al., 2012; Wan et al., 2014) . In brief, a 450 mL aqueous sulfide solution (Na 2 S) was adjusted to pH 7.0 in the glove box by addition of HCl (c = 1 mol L -1 ), to which 50 mL of a suspension containing a preselected amount of synthetic ferric hydroxides (goethite or lepidocrocite) was added. The pH was kept constant at pH = 7.0 ± 0. Three HR runs were performed with the only purpose to detect proton consumption during the reaction between sulfide and the ferric hydroxides. To this end, H + consumption was recorded by the pH-Stat device and no aqueous samples were taken.
Reproducibility of experiments was tested by performing replicate runs under comparable experimental conditions (Pyzik and Sommer, 1981) 
Sampling and analysis

Wet chemical analysis
Sampling and analytical procedures were performed according to previous studies (Hellige et al., 2012; Wan et al., 2014) with additional evaluation of the effect of low pH on the ferrous iron extraction process. Samples were filtered (0.2 μm, Nylon) and the aqueous phase was analyzed for aqueous ferrous iron (Fe(II) aq ), aqueous sulfide (S (-II) Iron species were determined photometrically using the phenanthroline method (Tamura et al., 1974) SO 4 2-was determined turbidimetrically based on the BaSO 4 precipitation methods described by Tabatabai (1974) . S 2 O 3 2-was determined by ion-pair chromatography following the methods described by Steudel et al. (1987) . Both species were below the detection limit in all runs (detection limits were 6 μmol L -1 and 28 μmol L -1 , respectively).
Methanol-extractable sulfur (MES) was extracted after pre-treatment of the suspension with ZnAc to precipitate free sulfide, following a procedure modified by Kamyshny et al. (2009) . Prior to the extraction step, 250 μL of ZnAc (c = 0.1 mol L -1 ) were added to 500 μL of the unfiltered sample. After 10 min, 6 mL of methanol were injected into the suspension. The samples were shaken for 3 h and then filtered on 0.2 µm membranes. The filtrates were analyzed for zerovalent sulfur using HPLC as described in Wan et al. (2014) . MES comprised all zero-valent sulfur which is in the form of elemental sulfur or associated with aqueous polysulfide (Kamyshny et al., 2009 ) and surface polysulfide (Wan et al., 2014) . The detection limit was below 2 μmol L -1
and the standard deviation of the procedure was 1 μmol L -1 .
Due to their instability, aqueous polysulfide species were transformed into more stable organic polysulfanes prior to the measurement (Kamyshny et al., 2006 , Poser et al, 2013 . 200 μL of the filtered samples and 8 µL of triflate were added simultaneously into 1200 µL of methanol previously buffered with 100 µL of phosphate buffer (c = 50 mmol L -1 , pH 7) and shaken intensively for 10 s as described in the previous studies (Kamyshny et al., 2006; Wan et al., 2014) .
The obtained organic polysulfanes were determined with HPLC. The total amount of aqueous polysulfides (S n 2-(aq)) was calculated as the sum of the individual polysulfide fractions (S 2 2-(aq)
to S 8 2-(aq)), as described by Wan et al (2014) . The detection limit of this method is reported to be below 1 μmol L -1 with the precision of replicates to depend on the chain length of the poylosulfides ranging between between 7 and 32 % (Kamyshny et al, 2006) .
The samples for photometric measurements were stored in a dark, cool room (4 o C) and measured within one day. The samples for HPLC measurements were stored in a freezer (-18 o C) and measured within one week after preparation.
Mössbauer Spectroscopy
In the experiments with 57 Fe-enriched ferric hydroxides, we collected solid phase samples at certain time steps for Mössbauer spectroscopy analysis. The time steps were carefully selected according to our results from wet chemical analysis and the TEM results from Hellige et al. (2012) . In the HR runs, samples for high resolution analysis were taken after sulfide was consumed (1.5 h in the experiments with goethite and 15 min with lepidocrocite), after a period when stable transient concentrations were established (3 h with goethite, 2 h with lepidocrocite), during a period when MES decreased (48 h, 72 h with both minerals) and at the end of the experiments (168 h with both minerals). In the LR runs, samples were taken after 72 h and 168 h, and every month thereafter.
To prepare samples of the solid fraction for Mössbauer spectroscopy analysis, 20 mL of the suspension enriched with 57 Fe were sampled and filtered through cellulose membrane filter paper (Ø 13 mm and 0.45 μm pore size) inside the glove box until the filter was clogged. The filter and accompanying solid fraction was sealed between two layers of Kapton tape after the small amount of remaining liquid had been carefully removed. The samples were placed in a sealed bottle to avoid contact with air during transportation from the glove box to the spectrometer and measured without further delay. The spectra were collected with a WissEl Mössbauer transmission spectrometer, using a 57 Co in Rh matrix γ-ray source mounted on a constant acceleration drive system. Samples were cooled in a Janis closed-cycle Helium gas cryostat that allowed measurements at 140 K, 77 K, 4.2 K as well as room temperature. During measurement, the samples were kept at vacuum or in a low pressure He atmosphere to avoid oxidation. Spectra were calibrated against a spectrum of alpha-Fe(0) foil at room temperature. Data acquisition times were usually about 24 h per spectrum. Spectral fitting was carried out using Recoil software (University of Ottawa, Canada) with the Voigt-based fitting routine. The model parameters for the various ferric minerals are listed in Table 2 . The concentration of each iron mineral phase detected by Mössbauer spectroscopy was calculated by multiplying the total Fe concentration (Fe tot ) by the respective fitted spectral area representing the relative fraction of individual mineral phases (Supporting Information Table S1 ).
Results
Chemical speciation
In all runs, consumption of aqueous sulfide (S (-II) and 7.0 mmol L -1 after 3 h, respectively. After 24 h, the concentration of both species decreased while that of Fe(II) aq started to increase from 0.12 mmol L -1 to 0.9 mmol L -1 after 168 h. More ferrous iron was generated in the HR_Lp run (run 25) than in the HR_Gt runs (run 7 and run 9). Reproducibility was high also in the LR experiments. Fig. 3B and Fig. 4 (Fig. 3B: runs 32-34, Fig 4A: runs 15-18, Fig. 4B: runs 39-42 ).
In the short-term LR experiments, which ran for 168 h, most of the ferric iron was consumed during the first several hours (Fig. 3) . After 3 h, Fe(II) HCl concentrations nearly reached the initial pool. In contrast, in LR runs the system seems to reach a steady-state in the presence of high levels of residual aqueous sulfide after the initial consumption of S(-II) aq and formation of MES, Fe(II) solid and S n 2-(aq).
Mössbauer spectroscopy
We used Mössbauer spectra collected at a sample temperature of ~5 K to identify and quantify Fe-bearing phases in the solid state. At this temperature, the Fe (hydr)oxides are fully magnetically ordered and the resulting six-line subspectra can be easily distinguished from pyrite, which is diamagnetic and displays a two-line subspectrum. Lepidocrocite, in particular, has a magnetic-ordering temperature of 77 K, above which its subspectrum is a paramagnetic two-line pattern with parameters overlapping those of pyrite, making accurate differentiation more difficult.
The Mössbauer spectra revealed the formation of a phase other than Lp, Gt and pyrite in all of the runs shortly after the beginning of the reaction. This phase presents an asymmetric six-line pattern and appears as a minor phase in the HR runs (Fig. 5) , and as the dominant or exclusive phase in LR runs (Fig. 6 ). Spectral fitting excludes greigite. We therefore propose that this phase Morice et al., 1969; Mullet et al., 2002; Vaughan and Ridout, 1971 ) are conflicting and are not consistent with any of our results. We are currently trying to resolve this conflict and detailed results will appear in a separate manuscript. In this study, we will refer to this phase as FeS x with x > 1 and acknowledge that it may consist of mackinawite as well as other Fe sulfide intermediates.
In HR runs, FeS x occurred within the first two hours during which no pyrite formation could be observed. After 48 h, pyrite is present in addition to FeS x . After 168 h, the amount of pyrite had increased significantly while the amount of FeS x had decreased. It appears that much more Fe(III) of the Lp had reacted to form FeS x and eventually pyrite. This difference is, however, only relative and caused by the higher Fe:S ratio (Table 1) in the HR_Gt experiments, which was chosen to compensate for the lower specific surface area of Gt compared to Lp.
In the LR runs with high concentrations of initial S(II) aq (R39 -R42 , c(S(-II)) ini =16.5-20.3 mmol L -1 ), Lp was completely consumed and transformed into FeS x after 72 h. This phase remained almost unchanged until the end of the experiment, after 3768 h, when still no pyrite formation could be observed (Fig. 6) . The major phase in the Gt run was also FeS x but there are some distinct differences. First, Gt was not completely consumed after 168 h, and a residual amount of Gt remained until the end of the experiment after 3672 h. Secondly, pyrite had formed after 2880 h.
Discussion
Kinetics of pyrite formation
The formation of pyrite during interaction between ferric iron and sulfide was observed in several studies (Hellige et al., 2012; Price and Shieh, 1979) . Elemental sulfur, polysulfides (mainly associated with the surface) and solid-phase ferrous iron species are key initial products (Hellige et al., 2012; Price and Shieh, 1979; Wan et al., 2014) essential for pyrite formation (Luther, 1991; Rickard and Morse, 2005; Rickard, 1975; Schoonen and Barnes, 1991; Schoonen, 2004; Wilkin and Barnes, 1996) . In our study, MES (oxidized sulfur comprising elemental sulfur, surfacebound polysulfides and traces of aqueous polysulfides) as well as Fe(II) HCl reached their maximum concentrations (1-2.5 mmol L -1 and 4-7 mmol L -1 , respectively) within 3 h after completion of sulfide oxidation in both HR and LR runs ( Fig. 2 and Fig. 3 ). Concentrations of S(-II) aq were in the micro-molar range in HR runs and in the milli-molar range in LR runs. Although the concentrations of MES and ferrous iron in LR runs were similar to those in HR runs (between 1-2.5, and 2.9-7 mmol L -1 for MES and ferrous iron, respectively), pyrite formation was significantly faster in HR runs than in LR runs (Fig. 7) . MB spectra indicate that, in HR runs, the onset of pyrite formation is accompanied by a decrease in MES and ferrous iron concentrations after 24-48 h (Fig. 2) .
We can now examine whether the observed pyrite formation can be predicted with the classic polysulfide model that describes pyrite formation in a suspension containing elemental sulfur, aqueous sulfide and FeS (Rickard, 1975) . In such systems, polysulfides form rapidly during the reaction between elemental sulfur and aqueous sulfide (eq 1a) (Kamyshny et al., 2006 ).
(1a)
Polysulfides then react further with FeS to form pyrite (eq. 1b)
In this model, the rate of pyrite formation is regarded to be second order with respect to the surface area of FeS and of first order with respect to the surface area of elemental sulfur and the activities of aqueous sulfide species and hydrogen ions (Rickard, 1975 , eq 2).
(2) Rickard (1975) .
However, a closer inspection of this value revealed it to be erroneous because of the incorrect use of units in the original publication. We have therefore recalculated the rate constant to be 1.2×10 4 L 4 mol -4 s -1 using the original data from Rickard (1975) and converting surface areas into concentrations (eq 3) (detailed calculation process c.f. appendix).
Neglecting ionic strength effects, the above equation can be rewritten as In order to test whether the integrated form of the Rickard model is able to predict pyrite formation within the experimental time scales of this study (Figs 2, 3 and 4), equation (5) Hence, application of equation (5) provides a maximum estimate of pyrite formation rates since reactants did not remain constant, particularly in the HR runs.
Predicted pyrite concentrations after 3900-4100h (comparable to our LR experiments ) were negligible (10 -10 and 10 -8 mol L -1 ) (Fig. 7) . Only in the LR_Lp run did the pyrite formation rate match the model. All other experiments, HR_Lp, HR_Gt and LR_Gt generated significantly more pyrite. In particularly, pyrite formation rates in HR runs are orders of magnitude faster than predicted by the Rickard model.
Overall, this assessment demonstrates that the Rickard model cannot be applied to pyrite formation at least at high initial molar ratios of Fe(III) to S(-II) aq .
The role of surface associated S and Fe species in pyrite formation
Since Rickard's model (1975) cannot satisfactorily explain the kinetics of pyrite formation in our experiments, we propose that pyrite can nucleate and grow in the presence of ferrous iron and disulfide species.
The rate-limiting processes for pyrite nucleation and/or crystal growth are regarded to be the production of reactive sulfur species and of reactive ferrous iron (Luther, 1991; Rickard, 2012; Schoonen and Barnes, 1991) . It was demonstrated that, in the presence of both ferrous iron and disulfide/polysulfides, pyrite formation is kinetically controlled by the degree of supersaturation with respect to pyrite Ω py -1 (eq. 6)
where brackets denote the activities of the corresponding ions and K sp is the thermodynamic solubility product of pyrite (8.5 × 10 -26 , Harmandas et al., 1998) . Achievement of a critical supersaturation readily initiates spontaneous pyrite nucleation (Harmandas et al., 1998; Rickard, 2012; Schoonen and Barnes, 1991) . Hence, the question arises as to whether the two experimental approaches (HR vs. LR runs) differ in their supersaturation degree and this difference may provide an explanation for the observed differences in pyrite formation rates. We have therefore estimated the maximum values for the degree of supersaturation for the contrasting experimental conditions in the HR and LR runs, based on measured reactant concentrations or reasonable estimates.
It is generally assumed that only aqueous species contribute to pyrite nucleation. In HR experiments, Fe(II) aq is detectable, but concentrations of S n 2-(aq) (including S 2 2-(aq)) are below the detection limit. Nevertheless, the occurrence of surface bound polysulfides, as observed by Wan et al. (2014) , makes the formation of S n 2-(aq) and/or S 2 2-(aq) likely upon equilibration with the aqueous phase. As a maximum estimate, we assume the S 2 2-(aq) concentration to be 1µmol L -1 in HR runs, i.e. in the range of the analytical detection limit. In LR runs, the total S n 2-
concentration was around 0.2 mmol L -1 which we are using as a maximum estimate for the S 2 2 (aq) concentration in these experiments. Fe(II) concentrations were below the detection limit so that we used a value of 1 μmol L -1 as a maximum estimate for the Fe(II) concentration. At neutral pH, Fe(II) aq concentration appears to be independent of sulfide concentration and to be in the range of 1 μmol L -1 in the presence of dissolved sulphide (Rickard, 2006) .
With these maximum estimates for the reactant concentrations of each run, calculated degrees of supersaturation were very similar between HR and LR runs and ranged between 1.3 • 10 14 and 2.3
• 10 15 (Table 3) . These maximum estimates approximately match the degree of supersaturation of 5.7 • 10 14 (± 10 %) that was regarded to be the limit at which solutions supersaturated with respect to pyrite remain stable (Harmandas et al., 1998) . Irrespective of the validity of this threshold, even after several months, these estimates would predict similar pyrite precipitation behaviour in HR and LR runs. Such prediction, however, conflicts with the observed pyrite formation rates that are up to 3 orders of magnitude higher in HR runs than in LR runs (Fig. 7) .
We therefore conclude that other species are involved in pyrite nucleation in HR runs. As was demonstrated in companion experiments, polysulfide species are associated with the mineral surface and their concentration is high. Wan et al (2014) observed that up to 100 % of the oxidized sulfur consisted of polysulfides bound to the mineral surface (S n 2-(surf)). Analytically, ranged between 20% -34% of the measured MES concentration (Wan et al., 2014) . 
A novel pathway for pyrite formation
Metastable iron monosulfide (FeS) has been suggested as a precursor for pyrite formation in supplying Fe(II) aq (Luther, 1991; Schoonen and Barnes, 1991) , but Fe(II) aq does not necessarily need to be generated by the dissolution of FeS. Any iron compound capable of supplying Fe(II) aq can potentially contribute to pyrite formation (Rickard, 2012) . Interestingly, significant amounts of HCl-extractable Fe(II) were identified in previous studies (Hellige et al., 2012; Poulton, 2003; Poulton et al., 2004 ) that appeared not to be bound to FeS (excess Fe(II) (Hellige et al., 2012) ).
Below, we will re-examine Fe(II) generation during the interaction between aqueous sulfide and ferric hydroxides. Instead of FeS, we will apply the term FeS x to account for the results from 
Fe 2+ can be trapped by FeS x precipitation in the presence of aqueous sulfide, the rate of which is believed to be limited by the steps summarized in reactions 7a -7d (Pyzik and Sommer, 1981) .
FeS formation was observed in most of the studies that investigated pyrite formation (Benning et al., 2000; Hellige et al., 2012; Luther, 1991; Poulton, 2003; Price and Shieh, 1979; Schoonen and Barnes, 1991; Schoonen, 2004) as well as in this study. However, when establishing an electron balance, several studies have demonstrated that a substantial fraction of the generated Fe(II)
could not be attributed to FeS x in experiments with a high Fe(III) to S(-II) aq concentration ratio (analogously to our HR runs). This fraction was referred to as 'surface bound Fe(II)' in Poulton et al. (2004) or 'excess Fe(II)' in Hellige et al. (2012) . It was proposed that this excess Fe(II) is associated with the surface (Hellige et al., 2012; Poulton, 2003; Poulton et al., 2004) or consists of electron equivalents stored in the surface layers of the bulk mineral (Peiffer and Wan, 2016) .
In a previous study (Peiffer et al., 2015) , a kinetic model was proposed according to which the competition between excess Fe(II) and FeS x formation is ruled by two factors: 1) the concentration ratio between the dissolved sulfide added and the available surface area of the ferric hydroxides, and 2) the capability of the iron(hydr)oxide to conduct electrons from surface (Peiffer et al., 2015) as well as trigger the formation of secondary minerals such as magnetite (Hellige et al., 2012 
or with even longer S chains.
The reaction is competive with FeS x formation and therefore the probability of >Fe II S 2 -and/or >Fe II S n -(n>2) formation decreases with an increase in initial sulfide concentration. In the presence of high sulfide concentrations (i.e. in LR runs), the formation of >Fe II S 2 -and/or >Fe II S n -(n>2) is unfavourable.
We propose that >Fe II S 2 -may trigger rapid pyrite nucleation through a dynamic equilibrium with the aqueous phase (eq 9)
and subsequent nucleation of FeS 2 . According to this model, >Fe II S 2 -would act as a pyrite precursor species that decreases the required degree of supersaturation for pyrite nucleation and allows for the observed rapid pyrite formation.
This model is difficult to test with our current knowledge about the occurrence of the postulated >Fe II S 2 species. Neither Mössbauer spectroscopy nor XPS would provide information about such a surface complex and future studies should focus on the fine structure of Fe-S bonding at the mineral surface. The most prominent feature of runs where pyrite formation was observed is the occurrence of large fractions of residual Fe(III) in HR runs with high pyrite formation rates and, to a much lower extent, also in those LR runs where at least some pyrite formation was observed (cf. Fig. 6 ). It therefore remains to be investigated whether the postulated pyrite formation pathway requires that a fraction of the ferric hydroxide surface not be covered by a surface precipitate of FeS x .
Conclusion and Implication
Results of this study imply an alternative pathway for pyrite formation when ferric iron concentration is in excess of aqueous sulfide, which we propose to refer to as the ferric- We propose to use the Fe(III):S(-II) aq concentration ratio as a proxy for the pyrite formation pathway in anaerobic/suboxic systems. For example, a re-flooded, freshwater wetland system characterized by the absence of FeS and the abundance of pyrite has been described by Johnston et al. (2014) . The pore water was depleted in aqueous sulfide but contained high concentrations of aqueous ferrous iron as well as reactive ferric iron in the near-surface sediments. The Fe(III):S(-II) aq concentration ratio in this system is high and results of our study would imply that the FHS-pathway is active under these conditions. A system with a low Fe(III):S(-II) aq concentration ratio has been discussed by (Kraal et al., 2013) . In this case, ferrous iron was depleted in the pore water, rapid pyrite formation was not favourable and FeS was usually preserved and dominated in the near-surface sediments.
Generally, freshwater systems or marine systems with terrestrial influence, which are rich in ferric iron, would be candidates for the FHS-pathway. Recent studies have demonstrated a cryptic or hidden sulfur cycle in low-sulfate environments where rapid reoxidation of sulfide presumably occurs at the surface of ferric (hydr)oxides (e. g. Pester et al, 2012 , Holmkvist et al, 2011 , Hansel et al, 2015 . Hence, steady-state sulfide concentrations rarely exceed 20 μmol L -1 in such systems (e. g. Howarth, 1979; Otero and Macias, 2002, Giblin and Howarth, 1984; Giblin, 1988 ) and pyrite formation is rapid (on a time scale of days).
Experiments in this and other studies (e. g. Yao and Millero, 1996; Poulton et al, 2004 ) have been performed under conditions where the initial amount of S(-II) was added as a pulse (e. g. 10 mmol L -1 ) to a suspension of excess ferric oxides. Fe(III) -S(-II) interactions under steady but low S(-II) supply conditions have never been studied so far. It can be expected that the precipitation of FeS under these conditions, other than in pulse experiments, is not possible and that the mean oxidation state of the reacted sulfur is even higher than observed in this and previous studies with an even higher yield and rate of pyrite formation.
List of Figures   Fig. 1 pH value and H + consumption within the first 2.5 h of two HR runs (run 1 and 23) with goethite and lepidocrocite for spectra fitting are listed in Table 2 . Table 2 . Table S1 in the Supporting Information). The observed pyrite formation rates in our experiments are distinctly faster than those predicted using Rickard's model (Rickard, 1975) 
